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ABSTRACT 


A unified mechanism of passivity based on the behavior of local ele- 
ments in metal surfaces is developed. It is suggested that passivity may 
be achieved either by (a) reduction of the open circuit potential differences 
between the local anodes and cathodes, (b) increased anodic polarization, 
(ec) increased cathodic polarization, or (d) a combination of these factors. 

In the recent past, theories of passivity have been proposed which 
attribute this phenomenon to (a) solid films, especially oxide films; (b) 
gaseous films, especially oxygen or hydrogen; and (c) electron configura- 
tion. The latter theory applies only to the transition elements. The 
gaseous film theory applies only to a limited number of specific cases. 
Thus far, the solid film theory has had the widest applicability. In the 
present paper, a unified mechanism of passivity, based on a knowledge of 
the behavior of local elements in metal surfaces, will be developed. This 
mechanism is applicable to all cases of passivity so long as the corrosion 
which does occur is electrochemical in nature. 

Corrosion of all metals or alloys in liquid media, at least, is generally 
assumed to be an electrochemical phenomenon. ‘This is, the corrosion is 
associated with the flow of electric currents over finite distances. It is 
true that a quantitative relationship between current flow and corrosion 
loss has been established only in a few special cases (1, 2, 3, 4), but there is 
much qualitative evidence to support an electrochemical mechanism. 


DISCUSSION OF UNIFIED MECHANISM OF PASSIVITY 


Since electric current flows between different areas on a metal surface, 
there must be a difference in electrical potential between these areas. 
Areas of the surface from which current leaves to enter the solution must 
have more negative (more anodic) potentials than those areas to which 
current flows from the solution. Areas of the latter type are called cathodic 
areas or local cathodes. When current carried by ions flows to or from a 
metal surface, certain irreversible effects generally occur adjacent to the 
metal surface. These irreversible effects always oppose the direction of 
current flow. For convenience, all these irreversible effects can be grouped 
together and called “polarization.” The effect of polarization is to cause 
the solution potential of anodic areas to become more cathodic and that 
of cathodic areas to become more anodic. Depending on the relative 
amounts of cathodic and anodic polarization, certain characteristic differ- 
ences in cell behavior will develop (5, 6). The local anodes may polarize, 
the local cathodes may polarize, or both local anodes and local cathodes 
may polarize. If corrosion proceeds by an electrochemical mechanism, 


1 Manuscript received September 18, 1948. This paper prepared for delivery be- 
fore the Philadelphia Meeting, May 4 to 7, 1949. 
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the steady state corrosion rate will be the rate at which the sum of all the 
dissipative effects is equal to the driving force. Hence, for the steady 
state, we may write: 


7, = Eo + E. + Ext En (1) 


Where £, is the open circuit potential difference between the local anodes 
and the local cathodes: ' 
E, and E, are the total polarizations of the anodic and the cathodic areas 
respectively. 
E, = IR, the current flowing multiplied by the resistance of the electro- 
lyte between the anode and cathode areas. 
7z = IR’ = the current flowing multiplied by the resistance of the 
metal between the anode and the cathode areas. 
Ex is generally very small and hence may be neglected in most cases. 
Our equation then becomes 


IR = E, — (4. + E.) (II) 
and therefore 


(IIT) 


Since J is the corrosion current, its magnitude is a measure of the cor- 
rosion rate. Let us look at the variables which can affect the corrosion 
rate, remembering that those which can reduce J to a low value will favor 
low corrosion rates or, in other words, will induce passivity. We can see 
that reducing Z,, the open circuit potential difference, or increasing E,, the 
anodic polarization, ,, the cathodic polarization, or PR the resistance of the 
electrolyte are the only factors which will reduce J and thus are the only 
factors which will cause passivity. 

Let us examine how these variables can be altered. 

E, can be reduced by rendering the surface more homogeneous. Thus, 
increasing the purity of the metal will frequently result in a reduction in E,. 
This explains the low corrosion rates of very pure zine or very pure alu- 
minum in hydrochloric acid. On the other hand, if we start with an 
impure metal, we may be able to reduce £, by an initial etching treatment 
which renders the surface of the metal relatively homogeneous. Treat- 
ment of stainless steels or aluminum with nitric acid may be an example 
of this method of causing passivity. Alternatively, we can add something, 
an “inhibitor,” to the electrolyte which reduces F,, since the magnitude 
of E, is influenced by the nature and concentration of the surrounding 
electrolyte. 

The corrosion current can be also reduced by increasing E,. Now E, 
(as defined here) is a rather complex quantity. Actually, the anodic 
polarization is made up of a back electromotive force, such as can result 
from concentration polarization and also of the 7R drop through any film 
barrier on the anodic surface. JE, is therefore equal to Ei + JR, where 

7, is a back e.m.f. and JR, is the voltage drop in the anode film. A thin 


2 Compare with J. C. Warner, ‘‘Chemistry of Engineering Materials,” p. 424, 
McGraw-Hill Book Co., New York (1942). 
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liquid film containing a higher concentration of ions of the corroding metal 
than the bulk of the electrolyte will give an #4 of substantial magnitude. 
If Ei approaches £, in magnitude, corrosion will fall practically to zero. 
This would be an example of passivity resulting from a liquid film or from 
concentration polarization. Either explanation is equally correct. 

If now the immediate anodic product is insoluble or only sparingly 
soluble in the surrounding liquid, a film is formed on the anode surface. 
If this film has a higher electrical resistance than the liquid (as is usually the 
case), the quantity 7R, will tend to increase, again reducing the corrosion 
current. There are numerous examples in the literature of passivity 
resulting from this type of mechanism. The falling off in corrosion rate of 




















LOCAL CELLS SINGLE POTENTIAL 
Al 
re) 
= 2 
a K2 | {oo meena sa —. 
' 
i 
S | 1 
wi ! | 
- | 1 
2 | 
2% 
o§ 
- = Ci ! 1 
= = ' ' 
36 
a” ' 
1 
' | 
i12 ‘Ta 
CORROSION CURRENT TREATMENT 


Fic. 1. Mixed control. Passivity by reduction of local cell potential 


lead immersed in sulfuric acid, the sharp reduction of current with time 
when an aluminum anode is exposed to boric acid, or when an iron anode 
is exposed to sulfuric acid, or when a gold anode is exposed to various acids, 
bases, or salts (7) are all examples of passivity resulting from solid films on 
the anode surface. Gaseous films maintained on the surface would be 
equally effective. 

The two components of anodic polarization discussed above can work 
together. Thus, if a discontinuous film is formed on the anode, it will 
restrict the anode area causing an increase in £4. 

The term E, can be similarly broken up into 7R, and Et components. 
Again, an increase in the value of E? can greatly reduce corrosion rates. 
The well-known resistance of amalgamated zine to attack by acid is 
probably caused by the high overvoltage of hydrogen on the amalgam sur- 
face which increases E.. Films of gases or liquids on the cathode surface 
can similarly bring the corrosion reaction almost to a halt. That is, they 
can cause passivity. In like manner, solid films will increase R, and also 
cut down corrosion. Here again E: and JR, can work together to reduce 
corrosion. 
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graphically in Fig. | to 5. 
In each of these figures two sets of curves are given 
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Increasing E, will also reduce the corrosion rate. 
ably not very common and will, therefore, not be discussed further here. 

The effect of various means of producing passivity on local cell currents 
and potentials as well as the effect on overall solution potentials are shown 
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Passivity by increasing anode polarization 
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CATHODE POLARIZATION 


Passivity by increasing cathode polarization 
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curves on the left of the figures illustrate the polarization characteristics of 
the local cells on the metal surface. For convenience, the polarization 
curves are shown as straight lines. It has been shown, however, by 
measurements made on such cells (8, 9), that such polarization curves are 
not necessarily straight. The actual shape of the curves does not alter 
the discussion given here. Note also that a change in the area of the local 
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anodes or cathodes changes the slopes of the local cell polarization curves 
in a predictable manner. Thus, in Fig. 1, if the area of the local cathodes 
were cut in half, the slope of the line C’ K, would be doubled. If the 
area of the local cathodes were doubled, the slope of the line C; — K, would 
be cut in half. 

In the figures, the JR drop between the local anodes and cathodes has 
been neglected. (Generally it is very small.) The intersection of the 
anodie and cathodic polarization curves (point K,) is, therefore, the single 
solution potential of the metal specimen. That is, AK, is the potential 
which would be measured if a specimen of the metal in question were 
simply immersed in a solution and its potential measured against a rever- 
sible half cell. 

The curve to the right in the figures indicates how this single potential 
changes. In Fig. 1, for example, it will be noted that the single potential 
moves slightly in an anodic direction (from K, to Ke) as a result of a treat- 
ment which reduces the corrosion current from J; to Js. 

From an inspection of Fig. 1 to 5, it is evident that the single potential 
of a metal specimen is no dependable guide of the corrosion rate. The 
single solution potential may move in an anodic direction, a cathodic 
direction, or even remain virtually the same as a result of a treatment which 
causes the corrosion rate to alter by several orders of magnitude. 


APPLICATIONS OF GENERALIZED MECHANISM OF PASSIVITY AND INHIBITION 


As far as is known, this generalized mechanism can be applied to all 
cases of passivity which have been studied thus far. Beginning with the 
early work of Schoebein (10) and Faraday (11), let us consider the pas- 
sivation of iron in nitric acid. In this case we find the passivation 
is obviously caused by anodic polarization (£, in equation III). Con- 
tact with platinum, which would simply increase E,, does not destroy the 
passivity while contact with zinc, which would reduce EF, by supplying 
cathodic current, does destroy passivity. Contact between unpassivated 
iron and passivated iron results in passivation of both pieces, since in- 
creased anodic polarization of the unpassivated iron results. Tron oxidized 
by heating in air is passive when introduced into nitrie acid of a concentra- 
tion which would cause rapid attack of unheated iron, beeause the oxide 
film limits the exposed anodic area of the iron and thus results in an in- 
creased E,, since the anodic current density is higher at any small gaps in 
the film. 

A similar explanation can be given for Evans’ observation that iron 
abraded and exposed to air for an extended period of time fails to precipitate 
copper when brought into contact with a copper nitrate solution of a com- 
position which will readily deposit copper on freshly abraded iron. During 
exposure to air, a film builds up on the iron surface. This restricts the 
anodic areas on the iron so greatly that the FE, of these areas is substantially 
increased, thus reducing the corrosion current virtually to zero. 

In cases where anodic polarization (£,) is controlling the corrosion rate, 
any factor which reduces the area of the anodes will reduce the magnitude 
of the corrosion current. Decreases in the area of the cathode will not be 
effective until its area is reduced to such a point that cathodic polarization 
starts to control the current flow. The reverse is true when cathodic 
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polarization is controlling the corrosion rate. Similarly, it follows that, 
if passivity is a function of time and also is caused by anodic polarization, 
the solution potential of a freshly immersed specimen of metal will move 
in a cathodic direction with time of exposure. Such a potential shift has 
been noted frequently in the literature and, in fact, has come to be con- 
sidered as characteristic of all passivity. It can be seen that this is not 
true. In fact, cases have been noted where the potential of the specimen 
moves in an anodic direction even though the corrosion rate is diminishing 
with time. Such a shift in the anodic direction simply means that cathodic 
polarization is increasing with time. It should cause no confusion since 
it represents just as “true’’ passivity as when the potential shifts in a 
cathodic direction. 

The mechanism proposed here is as applicable to cases where passivity is 
breaking down as to its occurrence. For example, in a sodium chloride 
solution, austenitic stainless steels are almost completely passive. If any 
corrosion does occur, it is extremely localized. It has been established (8) 
that in sodium chloride solution both the local anodes and the local cathodes 
on the stainless steel surface polarize appreciably. Therefore, if either the 
polarization of the local anodes or that of the local cathodes can be in- 
creased, the corrosion rate will be reduced. Conversely, if the amount of 
polarization of either the local anodes or that of the local cathodes can be 
decreased, the breakdown in passivity will become even more complete. 
It has been found that additions of ferric chloride to the solution greatly 
decrease cathodic polarization and also greatly stimulate corrosion (by a 
factor of 30). It is notable that this increase in corrosion rate is ac- 
companied by a shift in the potential of the specimen in a cathodic or noble 
direction, which would be expected if the cathodic polarization is de- 
creased. 

It can be seen that this generalized mechanism of passivity explains many 
types of behavior viewed as anomalous by other theories. For example, 
the solution potential of carbon steel in sea water is definitely more cathodic 
or noble than that of aluminum, and yet aluminum is almost completely 
passive in sea water while the steel is generally attacked. The corrosion 
reactions for both metals are under cathodic control but cathodic polariza- 
tion of the aluminum is much more rapid than for the steel. 

The electrochemical behavior of chromate as an inhibitor is probably 
better known than is that of any other inhibitor (13). As far as the author 
knows, in no other case has the influence of an inhibitor on local cell action 
been determined. It will be noted that the big effect of the chromate is to 
increase the anodic polarization.* Thus, the potential of an aluminum 
specimen exposed to a salt solution moves in a cathodic or noble direction as 
additions of chromate are made to the solution. It should be emphasized 
again that inhibitors of corrosion will not always shift the solution potential 
of the protected metal in a cathodic direction. For instance, Strieicher 
(15) has found that additions of potassium permanganate to 0.30 N sodium 
hydroxide solutions definitely reduce the corrosion rate of aluminum. 
However, the solution potential of aluminum moved in a cathodic direction 
(by about 0.2 volts) with time of exposure to uninhibited sodium hydroxide 


This was also true in the case of inhibition of corrosion of iron-nickel couples by 
chromate (14 
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solution, but moved slightly in an anodic direction with time of exposure 
when potassium permanganate was added to the solution. In this case the 
potassium permanganate is obviously serving as a cathodic polarizer, the 
reverse action to that of the chromate in salt solution. Thus, an otherwise 
mysterious difference in behavior becomes easy of interpretation by the 
local elements mechanism. 

It is believed that similar studies should be made with other metals and 
other inhibitors, since this method of approach appears to be the only way 
from which accurate information on the mechanism of inhibitor action can 
be obtained. 


ELECTRON CONFIGURATION THEORY OF PASSIVITY 


The electron configuration theory of passivity was outlined some years 
ago by Uhlig andWulff (16). Originally this theory postulated a change in 
the bulk properties of the metal. This resulted in a large amount of 
critical discussion of it. More recently, the idea of a bulk change in 
property has apparently been minimized and, in a recent paper by Uhlig 
(17), surface effects are emphasized as being responsible for passivity. 
The influence of electron configuration on the chemical and electrochemical 
behavior of atoms has been well established by many workers. There is no 
question but that electron configuration of metal atoms can influence 
the tendency to passivity. Such effects are entirely consistent with the 
local elements mechanism of passivity as proposed in the present paper. 
It has been shown that there is a regular periodicity in the hydrogen over- 
voltage of metals which is consistent with their position in the periodic table. 
The same is true for their positions in the electromotive series. Since 
position in the periodic chart is determined by the electron configuration 
of the elements and since hydrogen overvoltage and position in the electro- 
motive series are electrochemical properties of the metals, it is to be ex- 
pected that passivity, which is also an electrochemical property, would show 
some relationship to electron configuration of the metals. As indicated 
from the local elements mechanism of passivity, this relationship will be a 
complex one, since passivity can result from any one of several different 
effects. Thus, certain types of electron configuration may favor anodic 
polarization, others cathodic polarization. Some may favor film polariza- 
tion and others polarization by back e.m.f. Thus, the relationship will be 
a complicated one if only the overall effect is studied. The local elements 
mechanism indicates that, in order to make use of electron configuration as 
a helpful tool in predicting conditions tending toward passivity, it will be 
necessary to relate the various factors such as anode polarization, cathode 
polarization, and their components separately to electron configuration. 

Thus, the unified mechanism of passivity proposed here provides a frame- 
work which embraces the development of passivity in the presence and 
absence of applied currents, as well as the action of inhibitors. It applies 
to all metallic elements, both transition and non-transition. It also makes 
a consistent picture tying in passivity, and inhibitor action with the local 
elements mechanism of cathodic protection (18), and difference effect (19) 
which have been described earlier.‘ 


‘See also a similar treatment for the electrochemical mechanism of galvanic cor- 


rosion by W. A. Wesley, Proc. A.S.T .M., 40, 690 (1940). 
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DEFINITIONS OF PASSIVITY 

In the Glossary of The Electrochemical Society’s ‘‘ Corrosion Handbook,” 
two definitions of passivity are given: 

1. A metal active in the e.m.f. series or an alloy composed of such metals 
is considered passive when its electrochemical behavior becomes that 
of an appreciably less active or noble metal. 

2. A metal or alloy is passive if it substantially resists corrosion in an 
environment where thermodynamically there is a large, free energy 
decrease associated with its passage from the metallic state to ap- 
propriate corrosion product. 

In the preceding discussion, definition 2 has been used as a criterion of 
passivity. This definition can be rendered more specific by expressing it 
mathematically. In the earlier discussion, the driving force for the cor- 
rosion reaction is expressed as E,, the open circuit potential difference 
between the local anodes and cathodes. This value approaches the rever- 
sible e.m.f. (Hr) between the metal and its corrosion product when the 
corrosion product serves as the local cathode. The magnitude of Ey, 
can be calculated from the free energy of formation of the corrosion product 
from the metal. The maximum corrosion rate (Jmax) under any specific 
set of conditions is therefore 


Er po 
eT I\ 
Tmax = “p (IV) 
where R is defined the same as in equation IT. 
When 
_f(E, — (FE. + E.) : 
= aaa K ( R ) (\ ) 


passivity has occurred. In this equation K is a constant of relatively large 
magnitude, say from 10 to 1000. 

Some workers prefer definition 1. In terms of the mechanism of pas- 
sivity proposed here, this would mean that reduction in corrosion rate 
caused only by increased anodic polarization for a reaction initially under 
mixed control (see Fig. 5) could be termed passivity. Reduction of cor- 
rosion by increased cathodic polarization or by reduction in potential 
between local anodes and cathodes would not then be termed passivity. 
Apparently, a new word or words would have to be coined. The writer 
favors the second definition, but it should be emphasized that the local 
elements mechanism can be used to explain passivity regardless of whether 
passivity is defined according to definition | or 2. 


SUMMARY 


A unified mechanism of passivity and inhibition has been proposed. 
This mechanism is based on a knowledge of the electrochemical behavior of 
local cells. It is pointed out that reduction in corrosion rate can be achieved 
by (a) reduction in open circuit potential differences between the local 
anodes and cathodes, (b) increased polarization of the local anodes, and (c) 
increased polarization of the local cathodes. Passivity can be defined to 
include reduction in corrosion as a result of any of the three items listed 
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above working alone or in conjunction. It can also be defined as resulting 
solely from increased anodic polarization. The mechanism of passivity 
proposed in the present paper is applicable regardless of which definition is 
used. 

Any discussion of this paper will appear in the discussion section of Volume 95 
of the Transactions of the Society. 
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MANGANESE DIOXIDE ELECTRODE! 
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ABSTRACT 


The potential of the system Pt (or C) MnO./MnCh, HCl, AgCl/Ag has 
been determined with the object of obtaining the standard potential of the 
MnOe-manganous ion couple in acid solution. Some electrodes gave values 
close to those obtained by previous workers and to the thermodynamically 
calculated value of 1.23 volts. Other electrodes behaved erratically. 
Similar determinations on oxides with the structure of either y MnO, or of 
pyrolusite and having compositional differences (varying n values) showed 
that the standard potential varied with n. Evidence supplied by electron 
diffraction pointed to the occurrence of a spontaneous reaction at pyrolusite 
electrodes independent of the reaction being investigated. In the light 
of these experimental results, an attempt has been made to explain the 
conflicting evidence of previous workers. 


INTRODUCTION 


The several attempts which have been made to determine the standard 
potential of the manganese dioxide-manganous ion couple in acid solution 
have given conflicting results. As early as 1895 Tower (30) showed that 
the potential of MnO, electrodeposited on platinum depended on both the 
manganous ion and the hydrogen ion concentration. His potential 
changes agreed approximately with those predicted by applying the 
Nernst expression to the half reaction: 


MnO, + 4H* + 2e = Mn*t+ + 2H.O 
i.e., With those predicted by 


Ber RT, (H*)' 
4 4MnOo,H*+,Mn - oF n [Mn+ +] 
He reported, however, that the potentials of different electrodes varied 
by as much as 50 millivolts when immersed in the same solution and, there- 
fore, confined himself to the measurement of potential changes. His work 
was confirmed by Inglis (18). From the results of experiments (12, 15) on 
anodic oxidation in acidified manganous solutions, values of E®° lying 
between 1.31 and 1.39 have been obtained. 
The value usually accepted (E° = 1.236) is that of Brown and Liebhafsky 
' Manuscript received July 7, 1948. This paper prepared for delivery before the 
Philadelphia Meeting, May 4 to7, 1949. The work described in this paper was carried 
out as part of the program of the Division of Industrial Chemistry, Council for Sci- 
entific and Industrial Research, Melbourne, Australia. Postal address—Box 4331 
G.P.O., Melbourne. 
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(4) who used MnO, prepared by heating manganous nitrate, in a cell with 
no liquid junctions, the system chosen being as follows: 


Pt, MnO./Mn(ClOx,)2, HClO,/H. Pt 


However, Popoff, Riddick, and Becker (25) using a similar cell system and 
a similarly prepared oxide were unable to obtain stable potentials and 
concluded the system was irreversible. Drucker and Hiittners’ (10) 
findings of a few years previously had led them to the same conclusion. 

For investigations in progress in this laboratory a reliable value of E° 
was required as a standard for comparing the free energy of formation of 
various modifications of manganese dioxide. A redetermination by an 
independent method was, therefore, attempted. Since this work was 
completed, Hutchison (17), using the perchlorate system and the oxide 
prepared from the nitrate once again, has obtained a value of 1.230 in good 
agreement with that of Brown and Liebhafsky. Some of our own observa- 
tions on the behavior of this electrode and of electrodes of other manganese 
oxides made over the past 3 or 4 years are sufficiently different to warrant 
description here. 

In place of the hydrogen reference electrode used by previous workers, 
we have preferred the more convenient silver-silver chloride electrode, a 
choice which has dictated the use of chlorides rather than perchlorates as 
electrolytes. The cell system can thus be represented as: 


Pt (or C), MnO./MnCh, HCl, AgCl/Ag 
the equation to the overall cell reaction being: 
MnO, + 4HCl + 2Ag = MnCl, + 2AgCl + 2H,O (I) 
The cell potential E is then given by 


4 


. 10 .€ RT HC! 
I EMn0.,H+ Mn++ — bags lAg T Op In aheg 
, 2k QMnCl, 


the water activity term being neglected since it only amounts to 0.2 mv. 
even in 0.1m solutions. If the electrolyte is so prepared that the HCl and 
MnCl, are equimolal (molality m), the last term can be simplified, for 


4 =<. i 1 4 4 94.4 4 548 8 
aHCl \ant * aci-/) m Yu -3°m Ycl 3°m YiHC!l 
and 
2 52. 2 2 9243 3 
AamMnCl amnat+ * Aci— Mymnat++* 3M yc1- 0M Y+MnCl, 
Thus 
! . 
ancl 5 Y+HCl 
wm - —— 
@mnCl, YiMnCl, 
and at 25°C, 
4 
’ ° ° ‘ - ) -oO +Hcl 
= I MinOo.H+.Mnt+ _ Mag te 0.02958 log 9m° + 0.02958 log - 


Y+MnCl, 


949 


ith 


id 
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The results of two methods of evaluating the activity coefficient term are 
shown in Table I. The first makes use of the experimentally determined 


TABLE I. Value of activity coefficient term at different molalities 


8 


ie Sen . TLHCI 
| Activity coefficients* at molality » for HCI; 0.02958 log ————— 
and at molality «4/3 for MnCl: and CaCls xy? , 
, Total ionic _ '-MnCle 
Molality m t Millivolts 
strength wu 
Activity Debye 
YLHCl Y+MnChk V+4CaCle coefficient Hiickel 
method method 
0.1 0.4 0.756 0.495 0.497 -2 —9 
0.01 0.04 | 0.842 - 0.707 —4 —5 
0.001 0.004 0.935 - 0.876 —2 —2 
* Valves for HCl are from Harned and Owen’s (16) data, and for 0.lm MnCle and 0.1m CaCl: from Stokes 


20) data. In the absence of any figures for more dilute MnCl: solutions, the activity coefficients for CaCl 


given by Shedlovsky and MacInnes (27) have been used. 
values of the individual coefficients while the second is calculated from 
the Debye-Hiickel theory. Assuming an average distance of approach of 
5A, the activity coefficient term 
4 2 anrco. / 9n28e > 1 ONVe 

yut*Yei- 0.02958 u.(— 2.036 — 1.018 + 2.036) 
Mn++ 1 + (0.3286 & 5V/xu) 

0.0301+/ u 


1+ 1.6437 u 


0.02958 log 


where u is the total ionic strength. At high concentrations any method is 
open to objections, but in solutions 0.01m or less the agreement is fairly 
good. ‘The first method has been used here, though, in view of the mag- 
nitude of the disturbing effects to be discussed later, the choice is of second- 
ary importance. For similar reasons extrapolation methods are not 
justified and indeed have led to no greater precision in determinations in 


\ 


perchlorate systems (4, 17) 
EXPERIMENTAL 


Manganese nitrate was prepared by dissolving electrolytic Mn in reagent- 
grade HNO; and decomposed to MnO, by heating to 160°C. The oxide, 
roughly ground in an agate mortar, was heated in a silica dish in a current 
of oxygen for 24 hours at 250°C. and then for four hours at 500°C. The 
product was dense and crystalline, the portions in contact with the silica 
having an almost metallic lustre. Active oxygen was determined by the 
usual oxalate-permanganate method, total manganese by the bismuthate 
method, and strongly-held water by the Penfield method. The results of 
the analyses were: active oxygen (as MnO2) 100.1 per cent, total Mn 63.2 
per cent, water <0.1 per cent. This oxide was used in the MnO,-graphite 
electrodes and for the large MnO,-Pt electrodes. 

MnCl, was also prepared from the metal and the HCl was of reagent 
quality. The solutions used in the cells were equimolal in MnCl, and HCl, 
and were prepared by successive dilution of standardized stock solutions. 
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Several different types of electrodes were used. The first consisted of 
platinum foil, approximately 15 sq. cm. in area, completely covered by a 
suspension of MnO, in the electrolyte, and so were similar to those used by 
previous workers. 7 hey gave stable potentials in the strongest solutions 


employed O.1lm but with inecreasin dilution the potentials became so 


> I 
unsteady that no value for E° could be obtained by extrapolation. Since 
it was thought at this time that effects due to differential aeration over 
such a large electrode area might be responsibli lor the irregularities, much 
smaller electrodes were tried. These were of two kinds, Pt-MnO. and 


graphite-Mn¢ do, The former consisted of a spiral of 22 gauge platinum 
wire sealed into soft glass tubing, the spiral being ! in. long and } in. in dia 
meter with spacings of gy in. They were dipped in Mn(NOs)s solution and 
he ated slow ly to 500°C. in a stream ot oxygen. ‘| he veight ol oxide present 
on each electrode varied from 5 to 10 milligrams 

The graphite-MnQ, electrodes were of quite different construction. 
\ piece of glass tubing 10 em. long and of 2mm. bore was filled for 9 em. of 
its length with apiezon wax through which passed a platinum wire. Pow- 
dered natural graphite ash content Q). | per cent as packed into the open 





end making contact with the wire just protruding from the wax. Into 
the last remaining 1 or 2 mm. space, a paste of MnO. and eollodion was 
pressed. Chus the surface of MnQOsz flush th the end of the tube came in 
wrath +} lurt hil ra . 70 ; ‘ 
tn te, while oun urtace Was in contact with A 


he electroly 


contact Wit! 
plug of graphite which in turn was connected by the platinum wire to the 
potentiomet ,.. 


The silver chloride reference electrodes were made by Brown’s (3) 
method. The cells consisted simply of 6 in. x 1 in. test tubes fitted with a 
rubber stoppel and filled almost to thi top vith electrolyte. All potentials 
were measured at 25°C. with a potentiometer accurate to +0.5 mv. 


Most of the small electrodes prepared behaved erratically even in 0.1m 


solutions; a few showed regular drifts over the course of hours and some- 


times days, but no stable value was reached and a drift in the opposite 
direction would often follow. Two electrodes however, stood out from 
the others in that when transferred from one solution to the next they 


attained potentials stable to within | or 2 millivolts after a few minutes. 


These results are shown in Table IT. 

The E° values by the two methods differ by 30 milliy olts, but less interest 
attaches to this than to the fact that some electrodes behaved quite differ- 
ently from the others, though prepared by what appeared to be an identical 
procedure. Replacement of the AgCl electrode by others freshly made-up 
and replacement of the electrolyte by fresh electrolyte showed clearly that 
the fault lay in the MnO, electrod Separation of the MnO, and AgCl 
electrodes and their surrounding electrol te, except ror capillary connection, 
had no effect; nor did saturation of a C-\InQ, electrode and electrolyte with 
gases hydrogen, nitrogen, or oxygen in turn in a divided cell cause any 
variation in potential. 

Some light was thrown on the problem by the results of later experi- 
ments in which other oxides were used. These, when examined by means 
of the x-ray diffraction method, were shown to have either the pattern of 
pyrolusite or of yMnQOz. They also varied in their content of active 
oxygen as expressed by the value of nin the formula MnO,. The potentials 
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| of which were measured in 0.1m MnCl, HCl by the first methed described, 
ya i.e., by means of a large platinum electrode immersed in a slurry of the 
by oxide, remained constant to within 2 or 3 millivolts for several days. The 
ons standard potentials calculated from them are shown plotted against the n 
sO values in Fig. 1. 
nce 
ver TABLE II. Values of standard potential obtained at different molalities 
ich 
nd rype of electrode Molality E (volts =° (volts) 
— Pt, MnO 0.063 0.879 1,254 
lia 0.046 0.860 1.255 
ind 0.0265 0.824 1.254 
ad 0.0180 0.798 1.254 
0.0134 0.780 1.255 mean 
1.254 
on. 0.0089 0.754 1.256 
of 0.0045 0.709 1.253 
W- ™ 
en C, MnO 0.100 0.885 1 229 
t U.0o0 836 lex 
ito 0.0100 0.721 1.220 mean 
vis 1.224 
in 0.00200 0.628 1.224 
- 0.00100 0.582 1.222 
the 
lL al 
als 
Lm 
1e- 
ite 
ym 
icy 
es. 
est 
er 
cal 
up 
lat n © Puyrolusite 
Cl O y - MnO, 
mM, Fic. 1. Relation between the standard potential and n value in some manganese 
ith oxides. 
ny : — ; — —, j 
Che possibility of some change occurring 1n the MnO, was also investi- 
my gated, with results which have been briefly reported elsewhere (6) Half 
ns gram portions of MnO prepared from the nitrate were allowed to stand for 
of two days at room temperature with 50 ml. of 0.1m MnCl, HCl. After 
a washing, and drying in vacuo, the solid was examined by both x-ray and 
abe electron diffraction methods. The x-ray pattern showed unchanged 
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pyrolusite, but the electron diffraction pattern indicated the formation of a 
new structure in the surface layers, the pattern being similar to that of 
goethite (a@FeOOH). 


CALCULATION OF THE STANDARD POTENTIAL FROM THERMAL DATA 


The entropy and the heat of formation of MnO, prepared from the 
nitrate have recently been determined by Kelley and Moore (20) and by 
Shomate (28), respectively, leading to a value for the free energy of forma- 
tion of — 111.55 kg.-cal. There is more uncertainty about the free energy 
of formation of the manganous ion, but a value of —54.56 kg.-cal., based on 
thermochemical determinations, has recently been obtained (33). Since 
the latter work was completed, the National Bureau of Standards compila- 
tion of selected thermodynamic data (31) has appeared, and it now seems 
that some of the ancillary data used in the derivation of Gyn++ were not the 
best available. Adopting the Bureau of Standards values for the heat of 
dilution of HCI and for the free energies of the chloride ion and of water, the 
figure becomes — 54.89 + 0.53 kg.-cal. 

The free energy change in the reaction 


MnO: (pyrolusite) + 4 H* + 2e = Mn**+ + 2H.0 
is then given by 
AG® = Gyint+ + 2GH.0 = Gain.0 = 1Gu+ 


— 54.89 — 113.388 + 111.55 — 0 


Il 


= — 56.72 kg.-cal. 
whence 
10 ners 

_ nod oe 1.229 volts 

nk 16.14 

Latimer’s (21) calculated value of 1.28 volts is based on an early deter- 
mination by Thomsen of the heat of formation of MnO, obtained by the 
interaction of MnSO, and KMnO, (probably y MnO. or manganous man- 
ganite). Agreement between this and our own value would thus not be 
expected even if the remaining data used in the calculation had been the 
same. If the values used by us for Gi,++ and for Gio are combined with 
the value of Gimo, adopted by Latimer (— 102.90 kg.-cal.), the standard 
potential becomes higher still, viz., 1.42 volts. In any event, Latimer’s 
stated purpose was to obtain an approximate value consistent with poten- 
tials in other aqueous systems and, even if the recent data on the heat of 
formation had been available, he would probably have been justified in 
selecting a value obtained from a wet-way preparation. His suggestion 
that the irregularities reported for the MnO, potential were probably due to 
the differing thermodynamic properties of the oxides rather than to any 
inherent irreversibility of the system is, in our opinion, amply borne out by 
the evidence now to be presented. 


Te) 
IMinOy.H *,.Mntt 


DISCUSSION 
It will be seen that while most of our electrodes show the same erratic 
behavior as those of Popoff, Riddick, and Becker, others have behaved 


ie 


d 
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normally and have given values of E° within +20 mv. of the experimental 
values of Brown and Liebhafsky and of Hutchison; and also of the thermal 
value. Hence it is clear the system cannot be summarily dismissed as 
irreversible, as Popoff, Riddick, and Becker have done. The criteria of 
reversibility were stated by Gibbs (13) as follows: “If no changes take 
place in the cell except during the passage of the current, and all changes 
which accompany the current can be reversed by reversing the current, the 
cell may be called a perfect electrochemical apparatus.” 

That the first condition is not rigidly obeyed is shown by the electron 
diffraction experiments, which have revealed a detectable surface change. 
[t has been tentatively suggested (6) that the reaction involved is the 
reversible one 


MnO, + Mn*+ + 2H,0 = 2MnOOH + 2H+t (IT) 


The reaction as written as been shown (23) to produce manganite (y 
MnOOH) at pH values over 5, while the reverse dismutation or dispro- 
portionation reaction is well known to chemists in the dry cell industry as a 
means of improving the quality of ores low in active oxygen by digesting 
them with an acid. The finding of a pattern similar to that of a FeQOH is, 
of course, no proof that the structure in question is represented by the 
formula MnOOH. 

In a recent article, Gruner (14) has described in detail a naturally- 
occurring oxide (groutite) which he considers is the manganese analogue of 
goethite, and whose cell dimensions differ appreciably from those calculated 
for an orthorhombic cell from the electron diffraction data. As an alter- 
tive to reaction (2) in which a Mn** jon is postulated, the change might be 
regarded as one in which many of the surface Mn‘ ions are replaced by 
Mn*+ ions, and 2 0? ions by 2 OH™ ions, the extent of the replacement 
being sufficient to alter the diffraction pattern (11). In such an instance 
the smoothed-out electron density between adjacent Mn‘t and Mn?** ions 
would be more or less equivalent to that between two Mn** ions, so that the 
distinction is probably pointless. There is, however, one observation 
difficult to reconcile with the above explanation and with equation (II). 
It was found that the surface change occurred, though certainly much less 
markedly, when pyrolusite was allowed to stand with 0.1m HCl alone. 
With stronger HCl, MnCl; and MnCl, are known to be formed. The latter 
hydrolyses either to pyrolusite or to y MnO, (5), and the former presumably 
to some hydrous oxide containing less active oxygen. For the present 
purpose, however, the main point is that a reaction has occurred. 

Previous investigators have stated that more stable potentials were 
obtained if the oxide and electrolyte were shaken together for some time 
beforehand. No explanation was offered, though there seems to have been 
a tacit assumption that the solution had to be saturated with MnOo. 
So far as the PbO, electrode is concerned, Clark and Rowan (7) have shown 
by the radioactive indicator method that PbO, is not detectably soluble 
in the electrolyte, and hence that any theory based on the presence of 
Pb‘+ ions in solution is untenable. Keller (19), from observations of a 
different kind, has come to similar conclusions regarding Mn** ions in 
solution. In any event, there is no need to postulate the presence of Mn‘+ 
ions in view of the known semi-conducting properties of MnO2. It would 
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seem then that the effect of the preliminary shaking may merely be to speed 
up the surface change, which probably proceeds under diffusion control 
until some pseudo equilibrium eventually prevails. 

If the electrolyte is very dilute and if a large amount of MnO, is used, 
some change in electrolyte composition might be expected. In extreme 
cases, appreciable changes have been detected (17) which may be at least 
a partial explanation for the failure of extrapolation methods by ourselves 
and others when large electrodes were used. 

The effect of the presence in the lattice of ions of lower valence must also 
be taken into account in considering whether the electrode satisfied Gibbs’ 
second criterion. In this regard, it is instructive to compare the corre- 
sponding behavior and properties of PbOs. The latter electrode gives 
readily reproducible potentials in good agreement with the thermodynami- 
cally calculated values. Lead dioxide prepared by chemical or electrolytic 
oxidation of plumbous salts has the same rutile type lattice as the rare 
mineral plattnerite (9). Even the PbO, deposited on accumulator plates 
by means of the high current densities employed for the purpose show the 
same pattern, though the line intensities suggest small particle size (2, 22). 

Similar oxidative methods produce different results with solutions con- 
taining Mn** ions. ‘Thus wet-way methods of preparing MnQOz, sometimes, 
though only rarely, produce pyrolusite, and oxide which is isostructural 
with plattnerite. Anodic oxidation at platinum or graphite electrodes 
produces y MnQ, (5). One of the few certain methods of preparing 
pyrolusite is to heat manganous nitrate, a procedure which yields a lower 
oxide in the case of lead nitrate. Pyrolusite so prepared has a composition 
as near to the stoichiometric MnO, as our methods of analysis can deter- 
mine, whereas the composition of PbO. rarely corresponds with this 
formula (1, 7), for the manner of its preparation from solutions containing 
Pb?* has probably resulted in the substitution of O?- by OH™~ and of Pb* 
by Pb**. 

It is a very long extrapolation to deduce what occurs at an electrode 
which is in equilibrium but for the minute out-of-balance currents pro- 
duced in its measurement, from that which occurs at a working electrode 
with its far higher current densities; yet it seems conceivable that man- 
ganous ions may sometimes be deposited on pyrolusite as the y form and 
sometimes as pyrolusite. On the other hand, it is possible that complete 
reversibility is insured at the PbO: electrode largely because the oxide 
deposited always has the same structure as that dissolved. 

Evidence has been reported elsewhere (5) that certain wet-way prepara- 
tions sometimes produce y MnO. and sometimes pyrolusite, and quite 
recently Stlwood (26) has shown by magnetic susceptibility measurements 
how the underlying structure of an oxide catalyst influences that of oxides 
supported on it. He found, for example, that Mn was supported as a 
tetravalent ion on rutile, which is also isostructural with pyrolusite. 
Though a complete structure analysis of y MnQOz is still lacking, recent 
work (32), suggests that it is not radically different from that of pyrolusite. 
It appears to have a tetragonal cell, the ¢ and a axis dimensions being, 
respectively, double and slightly more than double, those of pyrolusite, 
indicating a somewhat looser packing. The integral ratio of the ¢ axes, 
which occurs in other oxides of manganese as well, suggests that over- 
growth of one oxide or the other could readily occur. 
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The results plotted in Fig. 1 show that the y oxides give rise to higher 
potentials than the pyrolusites, an observation in agreement with the well- 
known fact that dry cells using a depolarizer of “‘artificial’”” MnO, usually 
have a higher open-circuit voltage than those using natural pyrolusite. 
There is also a rough correlation between E° and n for each class of oxide. 
The causes of the small departures from stoichiometry shown by the 
pyrolusites could be due either to lower oxides whose presence is un- 
revealed by the x-ray diffraction method, or to actual oxygen defects in the 
lattice, or to the ionic substitutions already referred to. On the other 
hand the causes of the gross departures shown by the Y oxides could prob- 
ably only be explained by substitutions, and since all the oxides show 
detectable amounts of water when examined by the Penfield method, it is 
assumed that the latter cause is the most likely for both types of oxide. 
Variations in surface energy due to differences in the state of subdivision, 
which are quite indepe ndent of effects due to lack of stoichiometry, are 
also included. 

The high rate of increase of the free energy of formation of pyrolusite 
with decreasing n value is perhaps to be expected in a substance whose 
lattice shows the densest packing of all the rutile-type dioxides. The 
common statement that pyrolusite is the most stable oxide is based on the 
observation that several oxides of manganese when heated develop the 
pyrolusite structure. Though the pyrolusite structure is the most stable, 
stoichiometric pyrolusite is the most unstable member of the series posess- 
ing that structure, and the surface change observed by electron diffraction 
may be no more than the first step in the slow trend towards a steadily 
decreasing n value. 

Stoichiometric pyrolusite was chosen by previous workers in this field 
because it was stoichiometric, and because oxides prepared electrolytically 
were considered ‘‘active.’”’ Our choice of this oxide was based partly on 
its relatively constant composition and partly on the fact that useful thermo- 
dynamic data had already been obtained for similar preparations. If the 
above views are correct, the choice would seem to have been an unfortunate 
one, insofar as this oxide would be the least likely to give rise to stable 
potentials. The observation by Popoff, Riddick, and Becker that an 


oxide “containing lower oxides’”’ (i.e., with n < 2) gave more stable po- 
tentials than one corresponding to 7 2.00 is in accordance with these 
views. 


In addition to the above two criteria for reversibility, it is essential that 
the cell reaction be able to proceed in either direction at an appreciable 
speed. It seemed possible at one stage that if cell reaction (1) were very 
slow the oxygen potential (14 1.23) might dominate the system, but 
the passage of hydrogen and nitrogen over the electrode without any 
appreciable potential change showed this unlikely. Though little is known 
about the speed of the oxidation Mn**+ — MnOz, it is well known that the 
speed of the reverse reaction varies widely with the structure of the oxide. 
By using the technique recommended by D’Agostino (8) for following the 
rate of reduction by acidified oxalic acid, we have confirmed his findings 
that pyrolusites are in general reduced more slowly than other varieties of 
MnO». More recently Pullman and Hassinsky (24) have demonstrated 
that isotopic exchange in the system MnO, — Mnt** occurred 40 times 
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more rapidly with an oxide prepared by the action of K MnO, on MnSO, 
than with one prepared by heating the nitrate. 


Another rate process, electronic conductivity, is also involved, and an ELE 
increase in conductivity with decrease in n in pyrolusites, similar to that 
observed in rutile, has been found (32). Electrodes of large surface area ON 


may thus be required to provide the necessary amount of electronic ex- 
change and electronic conductivity for stable potential readings when 
pyrolusites with their characteristically low specific surfaces are used. 
This again is in accordance with our own experiences with large and small 
electrodes. Hutchinson’s statement that total immerson of the platinum 
foil in the slurry was necessary may mean no more than that a larger num- 
ber of pyrolusite particles were thereby brought into contact with the 


electrode and so rendered effective as controllers of potential. E 
The above views, if somewhat speculative, seem to offer at least a on | 
partial explanation of the behavior of this electrode, and will suggest lines stee 
for further investigation. A more complete study of the electrode processes elev 
involved, using electron diffraction and perhaps radioactive tracer tech- dat 
niques, is obviously required. of ( 
and 
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ELECTRON DIFFRACTION STUDIES ON THE NATURE OF THE 
CORROSION RESISTANCE OF STAINLESS STEEL; ,,. 
ON THE FERROUS NICKEL CHROMATE FORMED ON THE 
SURFACE OF STAINLESS STEEL! 
SHIGETO YAMAGUCHI, TADAYUKI NAKAYAMA, anp 
TOMINOSUKE KATSURAI 


Scientific Research Institute Ltd.,2 Komagome, Bunkyo-ku, Tokyo, Japan 


ABSTRACT 


Electron diffractions measurements were made of surface films produced 
on 18 per cent Cr-4 per cent Ni and 19 per cent Cr-9 per cent Ni stainless 
steels. The films were formed by exposing the metals to water vapor at 
elevated temperatures and pressures in an autoclave. Comparison of the 
data with x-ray diffraction data indicate that film may be a solid solution 
of (Ni, Fe) CrO,y. A good lattice fit was noted between the surface film 
and the substrate. This would account for the strong adhesion of the 
protective film. 





INTRODUCTION 

Electron diffraction studies on the structure of surface of stainless steel 
have been performed by several investigators. The structure of the 
surface layer formed at room temperature on exposure to air has not been 
revealed due to the fact that the surface layer is too thin to be detected by 
the usual electron diffraction. The electron diffraction pattern from the 
surface shows only the existence of the body-centered iron. When stain- 
less steel is heated in air at 500°-600°C, the crystals of oxides y-Fe.O;, 
y-Cr2O3, Fe;04, FeO-Cr.03, and NiO-Cr.O3; are found on the surface 
(1,2). These oxides are found also on the surface of stainless steel which 
was made passive by nitric acid or chromic acid (8). 

The method which hitherto has been used to study the structure of the 
surface film, which is too thin for electron diffraction, is as follows. A film 
sufficiently thick to allow electron diffraction experiments is prepared by 
baking the metal in air or oxidizing the metal with chemical reagents. 
From the studies of such films the structure of the very thin or amorphous 
films formed at room temperature is surmised. 

In the present experiment the film for the electron diffraction study has 
been prepared in a different way, i.e., by exposure to moisture at high 
temperatures and pressures. Utilizing the fact that the formation of rust 
is accelerated in the presence of water vapor, the relatively thick surface 
layer has been prepared by exposing the stainless steel to water vapor at 
high temperatures in an autoclave. The results obtained by the electron 
diffraction studies of the layer have been utilized for the elucidation of the 
structure of the thin layer formed at room temperature in the air. 

1 Manuscript received September 2, 1948. This paper prepared for delivery be- 
fore the Philadelphia Meeting, May 4 to 7, 1949. 

2 Formerly the Institute of Physical and Chemical Research. 
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EXPERIMENTAL 
Two types of stainless steel were studied: No. 1. Cr = 19 per cent, Ni = 
9 per cent, and No. 2. Cr = 18 per cent, Ni = 4 percent. The specimens 
were kept in the autoclave and exposed to water vapor at 180°-190C°. for 
20 to 30 hours. A light brown lustre resulted from this treatment. The 
conditions of the diffraction experiments were as follows: the accelerating 
potential for electrons = 45 kv.; the specimen-to-film distance = 25 cm. 


TABLE I. X-Ray and electron diffraction data 


t 3 d) in A uni . 2 as 
Interplanar spacings (d) in A units ——— 
planes (tetragonal 











Specimen no. 1 Specimen no. 2 CoCrO,® (x-ray | ZrSiO,* (x-ray latice) 
(electron diffraction) (electron diffraction) diffraction) diffraction) 

4.3A(w) — — 4.43(m) (101) 

3.31(s) 3.31(s) 3.30(s) 3.29(s) (200) 

_ — 3.10(s) — = 
2.98(8) 2.98(s) ~ = (120) 

_ — 2.89(m) - (201) 
2.63(w) 2.63(w) 2.62(m) 2.64(w) (121) 

_ — -- 2.51(s) | — 
2.33(w) 2.33(w) 2.36(m) | 2.33(w) | (220) 
2.16(w) 2.16(w) _ _ (202) 

- — - 2.21(w) (300) 
2.04(m) 2.04(m) 2.04(w) 2.05(m) (122) 
2.00(m) 

—_ = = 1.74(w) (231) 
1.71(s) 1.71(s) 1.73(m) 1.71(s) (132) 
1.66(w) 1.66(w) 1.65(w) 1.64(w) (400) 
1.55(w) 1.55(w) 1.55(m) 1.54(vw) 

1.43(w) 1.43(w) _ 1.479(w) 

~ — 1.380(w) 

—_ — -—- 1.360(w) 

— —- _ 1.285(vw) 

1.26(w) 1.26(w) — 1.255(w) 

- o— — 1.210(vw) 
1.18(w) 1.18(w) | — 1.185(w) 

“= ~— _ 1.163(vw) | 

- 1.11(w) | — 1.098(w) (600) 

—_ — - 1.057 (vw) | 

= 1.05 - 1.046(w) 

- — — 0.999(vw) 

0.972{w) 


— 0.967(w) - ( 
—_ | 0.907(w) | 


Legend: (s) = strong; (m) = medium; (w) = weak; (vw) = very weak: This is a scale of relative intensi- 
ties of the observed diffraction lines reference to the strongest line in each pattern. 


The spacings were determined by reference to the diffraction patterns from 
the pure aluminum crystal observed by means of the same camera. 

The electron diffraction patterns from the two specimens were approxi- 
mately the same. They consist of sharp Debye-Scherrer rings showing 
the existence of crystal grains of a size of about 10°A. The spacings and 
intensities corresponding to the diffraction rings are given in Table I. 
The patterns of the autoclaved specimens remained the same, even when the 
specimens were heated at 300°C. in the air. 
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By comparing the electron diffraction data obtained with x-ray data 
existing in the literature, partial coincidence was observed between the 
present data and the x-ray data for CrO; crystals (4). It is known that 
CrO; decomposes into CrO, on being heated to 200°C. Therefore, the 
surface products of the stainless steel formed in the present experiments can 
not be regarded as CrQ3. 

However, a good coincidence has been observed between the x-ray data 
of CoCrO, (cobalt chromate) crystals and the present data. This might 
the justified notwithstanding that the stainless steel contains no cobalt. 
The reasons are that the ionic radius of CO” (0.724) is very near that of Fe” 
and of Ni” (0.75 A and 0.69 A), the atomic number of Co (27 ) is very near 
that of Fe and of Ni (26 and 28), and that the CoCrO., FeCrO., NiCrO, 
crystals might have the structure of ZrSiO, type. It is known that the 
chromates of divalent metals have a structure of this type. Thus it may 
be concluded that the surface product is either the solid solution of NiCrO, 


r—Q9—Q-—Geni** on ets 
| =, 














Fia. 1. Suggested mode of binding surface film to the substrate 


and FeCrQ, crystals or the mixture of these crystals. It is known that the 
synthesis of FeCrO, has been regarded as impossible to date. Therefore, it 
might be concluded that the surface product is the solid solution of these 
crystals. 

If it is inferred from the data in Table I that the solid solution (Ni, Fe) 
CrQO, is formed an the surface of stainless steel, and that it is of the ZnSiO, 
type structure, then calculation yields the following lattice constants: 
a, = 6.63 A, co = 5.78 — 5.87 A. These data might serve for the analysis 
of NiCrO, and FeCrQ, crystals, since the structures of these crystals have 
not been analyzed by x-ray diffraction as yet. 


DISCUSSION 


The 18-8 stainless steel is one of the excellent corrosion resistant alloys. 
The thin film of the solid solution (Ni, Fe)CrO, formed on the surface on 
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exposure to the damp air at room temperature is considered to protect the 
substrate. The reason why the solid solution (Ni, Fe)CrO, is a good 
protector against corrosion might be explained as follows: In order to be 
able to protect the metal substrate, the surface film must not only be 
chemically stable but also it must bind tightly with the substrate. 

A detailed discussion of this problem has already been given by one of 
the authors (5). Since the Ni” and Fe” in the (Ni, Fe)CrO, crystal are 
transition elements, the electrons in the 3d-shells of Ni” and Fe” might be 
excited to the valence electrons in the 4s-band especially when the Ni” and 
Fe” exist in the solid state. If a quantum mechanical resonance takes 
place among these excited valence electrons and the free electrons in the 
metal substrate, the (Ni, Fe)CrO, crystals can bind with the metal sub- 
strate. One of the lattice constants of the (Ni, Fe)Cré M4 crystal is Co = 
5.73-5.87A. This represents the Ni”’—Ni’ or Fe”—Fe” distance along the 
c-axis of the crystal. The cube edge of the unit cell of the stainless steel 
crystal is 2.86 A. Then, we have 2.86 x 2 5.72 A. This distance is 
very near the value of ec, of the (Ni, Fe)CrO, crystal The suggested mode 
of binding is shown in Fig. 1. The (Ni, Fe)CrO, crystals bind to the sub- 
strate through the superposition of the c-axis of the former and the cube 
edge of the latter. In this way the surface substance can protect the sub- 
strate without spalling. 


SUMMARY 


1. A film having a sufficient thickness for electron diffraction studies has 
been prepared by subjecting the specimen of stainless steel to high tem- 
perature steam in an autoclave. 

2. It has been indicated by an electron diffraction experiment that the 
solid solution (Ni, Fe)CrO, is formed on the surface of the stainless steel. 
This solid solution could protect the substrate without spalling, since the 
film is bound with the metal through the residual valence electrons, and 
the atomic spacing along the c-axis of the former crystal is nearly the same 
as that along the cube edge of the stainless steel crystal. 

3. The lattice structure of the (Ni, Fe)CrO, crystal which has hitherto 
been unknown is believed to be tetragonal, ZrSiO, type, a, = 6.63 A,e, = 
3-5.87 A. 


{ 
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Any discussion of this paper will appear in the discussion section of Volume 95 
of the Transactions of the Society. 
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